A multicomponent mole-fraction-based thermodynamic model has been fitted to osmotic coefficients, electromotive force measurements, degrees of dissociation of the HS04-ion, differential heats of dilution, heat capacities, freezing points, and tabulated partial molal enthalpies of water for aqueous HzS04, from (200 to 328 K and from 0 to 40 mol kg-l a t 1 atm pressure (1 atm = 101.325 Wa). The solution is treated as the mixture H+-HS04--S042--Hz0.
Introduction
Aqueous sulfuric acid is important to industry, and its thermodynamic properties have been studied extensively over many years (1). Recent ( properties of aqueous and solid phases, excluding vapor pressures) and Clegg et al. (6) (osmotic and activity coefficients and thermal properties).
In the field of natural water chemistry, the thermodynamics of aqueous HzSO4 and of mixtures including Hz-SO4 are important for models of the evolution of urban aerosols (7) , and predictions of the water content of acid ammonium sulfate aerosols in the troposphere (8, 9) and their equilibrium with atmospheric NH3. The global stratospheric aerosol is composed largely of aqueous Hz-SO4, and the solubilities of, for example, HC1 and HN03 (10, 11) are significant in determining the stratospheric response to injections of volcanic material, and especially the generation of active chlorine (during the polar winter) which leads to ozone depletion (12).
For such practical applications a treatment of the thermodynamic properties of aqueous HzSO4 that readily generalizes to solution mixtures is first required. This must extend to high concentration (-80 wt % for atmospheric studies), and to very low temperature, as values of about 190 K are reached in the polar stratosphere. The mole-fraction-based ion-interaction model of Pitzer, Simonson, and Clegg (13, 14) has been developed with such systems in mind, and is expressed in a general form for an indefinite number of ionic and neutral components over the entire range of mole fraction.
Recently, Clegg et al. (6) have utilized an extended form of the molality-based Pitzer ion-interaction model to represent activities and thermal properties of aqueous HzS04 from 0 to 6 mol kg-l and from 273. 15 to 328. 15 K. The equations, which represent the data almost to within experimental error, form the basis of an improved model for solution mixtures a t moderate temperature and concentration and also define a number of thermodynamic parameters for the present study. Here we apply the mole-* To whom correspondence should be addressed. fraction-based model to a larger range of data, including osmotic coefficients, vapor pressures, electromotive forces (emfs), enthalpies, heat capacities, freezing temperatures, and solid phase (HzSO4.4HzO) equilibrium data from ~2 0 0 to 328 K and from 0 to 40 mol kg-l acid. The resulting equations, and associated parameters, can be used to calculate a self-consistent set of thermodynamic properties of aqueous HzSO4. They also form the basis of an extended model for aqueous mixtures containing HzSO4.
Model
The mole fraction model is based upon an expression for the excess Gibbs energy of the solution, consisting of an extended Debye-Huckel function and a Margules expansion in terms of the mole fractions of the solution components (14) . Mole fractions are calculated on the basis of the individual ionic and molecular species present; thus, the mole fraction xj of speciesj is given by i where ni is the number of moles of species i, with cations, anions, and the solvent included in the summation.
Because the focus of the present work is upon aqueous systems, we adopt a reference state of infinite dilution with respect to the solvent, water, as the convention for expressing the activity coefficients of solute species. The symbol fi* is used for the activity coefficient on this basis; thus, fi* -1 as xi -0 in the pure solvent. For the solvent itself (denoted by subscript l), f1 -1 as x1 -1, and for all solution components fi = a i /xi, where a i is the activity of component i.
Activity and osmotic coefficients in aqueous solution are commonly represented in molal units, and for convenience a number of conversions to the corresponding mole fraction quantities are now given. The activity of the solvent (all is related to the rational osmotic coefficient g, mole fraction activity coefficient f1, and molal osmotic coefficient 4 by ln(a,) = g ln(x,) = ln(x,) + ln(f,)
ln(a,) = -(M,/1000) d C m j (3) .i
where M1 is the molar mass (g mol-l) of the solvent and 0021-9568/95/1740-0043$09.00/0 0 1995 American Chemical Society m, the molal concentration of solute speciesj. The stoichiometric osmotic coefficient, calculated from a1 on the basis of complete dissociation of (to H+ and s04'-), is denoted by I & . The mole fraction activity coefficient fi* is related to the corresponding molal value ( y J ) by (15) (4) where the summation is over all solute species. The model treats strong electrolytes as fully dissociated in solution.
Raman spectral studies have shown that the first dissociation of sulfuric acid (HzSO4 t H+ + HS04-) is essentially complete at <40 mol kg-l and 298.15 K (16). However, this is not the case for the second dissociation reaction involving the bisulfate ion, which must be considered explicitly: 
where 'KHSO, is the thermodynamic dissociation constant of HS04-on a mole fraction basis and x and a denote mole fraction and activity, respectively. The model equations for solvent and solute activity coefficients contain the cation-anion (ca) interaction parameters B,,, w~,,,, VI,,,, and VI,,, where c is H+ and a can be HS04-or S042-. These parameters are functions of temperature and pressure. A series of additional terms exist to describe interactions between pairs of dissimilar cations (or anions) and an ion of opposite sign (14) . However, these were found not to be needed here. Model equations for aqueous HzS04 are given below: H+ and so?. The function g(x) in eqs 8-10 is given by g(x) = 2[1 -(1 + x ) exp(-x)Yx2 (13) Functions 9" and B' y, for two ions of the same sign but differing charge magnitude, are unsymmetrical mixing terms analogous to those appearing in the molality-based model of Pitzer (18, 19) and are given by and S ( x g ) = a J ( X g ) / a q j (16) The concentration variable x" is given by
Note that xu is not a mole fraction. The function J(x") is an integral which must be evaluated numerically. The following approximating equation is used here to obtain values of J(x$ and J'(xu) (18) :
with C1 = 4.581, CZ = -0.7237, C3 = -0.0120, and C4 = 0.528. More accurate (but complex) methods are available (19) .
Model equations for apparent molar enthalpy (@L, J mol-') and heat capacity (W,, J mol-' K-') may be obtained by differentiation of the following excess Gibbs energy expression:
g"/RT = x; In yl') + x; ln(f,*') (19) where ge is the excess Gibbs energy per mole of particles and R is the gas constant (8.3144 J mol-' K-l). Variables x1' and x i are the solvent mole fraction and total mole fraction of ions, respectively, expressed on the basis of complete dissociation of bisulfate; thus xl' = n,/(n, + n ( H f ) + 2n(HS04-) + n(S042-1) (20) (21)
The corresponding stoichiometric mean activity coefficient fi*' and solvent activity coefficient fi' are related to the quantities given by eqs 7,8, and 10 by ( .,/x1') (22) f**' = [(X(H')f~*)~f~o~*X(S042-)/(4(X;)~/27)]"~ (23) Differentiation of eq 19 with respect to temperature, holding pressure and composition constant, yields the apparent molar enthalpy, @L (J mol-') @L = -R~[ a ( g e / R T ) / a T l p ,~( x~/ 3 ) (24) The apparent molar heat capacity, W p (J mol-' K-l), is similarly given by
where Wpo (J mol-' K-l) is the infinite dilution value of the apparent molar heat capacity, equivalent to the standard state heat capacity of the 504'-ion (since by convention C,"(H+) = 0). Because the dissociation of HS04-is a function of temperature, expressions obtained by the analytical differentiation of eq 19 would be extremely complex. In this work we have therefore differentiated numerically to obtain the required quantities in the expressions for @L and Wp, using centered finite difference formulae incorporating either four (for a/aT) or five (for $1 aP) terms. The step size was set to 1.6 x 10-3T, where T is the temperature of the measurement. The above equations, together with the dissociation constant ( x K~s~4 )
and an iterative technique to determine speciation (e.g., Brent's method (2011, enable solute and solvent activity coefficients and thermal properties to be calculated for any given set of model parameters.
Dissociation Constant (*&sor) of the Bisulfate

Ion
The value of x K~~~4 (eq 6) is such that it is difficult to determine using methods employed for weaker acids, for example, electromotive f 'ce measurements (21 1. The double charge on the sulfate ion complicates the extrapolation of activity coefficients that is required, and renders this sensitive to model assumptions such as the value of the ion size parameter in the Debye-Huckel limiting law expression (22,231. The many determinations of KHso4 (the molal equivalent of x K~~~4 ) that have been made are summarized in a number of reviews (24) (25) (26) . They are further discussed by Clegg et al. (6) whose expression for K H S O~ as a function of temperature (transformed from the molality to mole fraction scale) we have adopted. It is based upon a 298.15 K value of 0.0105 mol kg-l, determined previously by Pitzer et al. (27) and confirmed by later studies (23, 281 , and a variation with temperature established by Dickson et al. (26) , giving lOg("KHsO4) = 560.95050 -102.5154 h ( T ) -
The value ofXKHSO, at 298.15 K is 1.892 x Note that the numbers of significant figures given in eq 26 do not reflect the accuracy with which ' K H S O~ has been determined, but are retained to avoid cancellation of terms and maintain close agreement with thermal properties of the reaction (obtained by differentiation). Dickson et al. (26) determined ArHo equal to -22.8 f 0.8 k J mol-l, and ArcPo equal to -275 f 17 J mol-' K-l for the dissociation reaction, both at 298. 15 The quantity A,Cpo for the dissociation reaction is related to the apparent molar heat capacities of the ions at infinite dilution: (27) By definition Cpo(Hf) is equal to 0; hence 
Thermodynamic Properties of Aqueous HzS04 below 273.15 K
The focus of the present study is upon solution properties at very low temperature. Our aims include the calculation of water vapor pressures over aqueous HzS04 close to the freezing point-as low as 200 K-and ultimately the solubilities of other acids such as HC1 and HN03 in aqueous HzSO4 at these temperatures. However, there are a number of specific problems regarding the real (and hypothetical) properties of pure water below 273.15 K that affect both practical calculations and the interpretation of data.
Speedy (30) has examined measured thermodynamic properties of liquid water (density, heat capacity, and isothermal compressibility) from f150 to -38 "C, and found them to be consistent with a singularity a t -46 "C (227.15 K). The heat capacity, for example, tends to infinity at this temperature which may represent the limit of mechanical stability of the supercooled liquid phase. By contrast, in aqueous solutions such as sulfuric acid which can remain liquid below -46 "C, there is no evidence of such a singularity, presumably because the structural properties of water in the solution are greatly altered by the presence of the ions. Thus, there is the problem of defining appropriate, and self-consistent, values of pure water properties for use below 273.15 K.
The following properties of supercooled water are needed for data analysis, and use of the model equations.
(a) The Debye-Huckel constant (A,) . This is a function of solvent density (to the power 1/21 and dielectric constant (to the power -3/2), and has been evaluated to 238 
where T, is the reference temperature of 273. Figure 1 we compare Cp(H20(1)) calculated from the equation of Speedy (30), extrapolated from the equation of state of Hill (34) as described above, and also derived from the Goff-Gratch formula (35). The latter is a thermodynamically consistent equation for the partial pressure of supercooled liquid water, based upon data above the freezing point, and often used in practical calculations in the field of meteorology. We note also that the equation relating freezing point depression to water activity at the freezing temperature, presented by Klotz (32) and based Table 2 shows partial pressures calculated from the Goff-Gratch formula, and those arising from the substitution of Cp(HzO(l)) based on the extrapolation described above. At 190 K, close to the lower limit of temperature in the polar winter stratosphere, the difference is only about 15%. There is also a test of consistency among the vapor pressures of HzO above supercooled liquid water @"(HzO($) and ice @(HzO(,))), and the water activity of aqueous HzS04 at the freezing temperature of the 
Data
There is a very large body of experimental measurements relating to aqueous HzSO4, dating back at least a century. Early work is summarized in compilations by Bichowsky and Rossini (36) and Timmermans (37). Sources ) for which saturation occurs. The activity products, defined in section 7, must be the same at each composition, and the difference is therefore 0. See Appendix 2 (section 0 for further discussion.
readers are referred to this work for information additional to that presented here.
The types of experimental data used in the present correlation are listed in Table 3 , and considered in detail in Appendix 2. Tables 11-16 list, for each data type, the concentration and temperature ranges of measurement from each source, the numbers of experimental points, measurements rejected as being in error, and the relative weight assigned to each data set. Below about 240 K, the only measurements are freezing points with respect to ice (to 201 K) and HzS04.4H20 (245-221 K), which constrain the model poorly (even though they are fitted well). It was therefore decided to include partial molal enthalpies of water (L(H20), J mol-') for T 5 245. 15 K in the overall data set; see Table 13 . The enthalpies were calculated using the equations of Zeleznik (5)) whose evaluation of the properties of aqueous H2SO4 was found to agree well with the model at higher temperatures.
Method
The sets of parameters Bca, Wl,ca, Ul,ca, and VI,,, must be determined as functions of temperature so as to minimize the total sum of squared deviations for the measured properties &, #fp (osmotic coefficients at the freezing temperature of the solution), emf, A&, @Cp, a, the activity product difference for HzS04-4H20, and also partial molal enthalpies of water. This was done using a generalized nonlinear least-squares fitting routine (E04FDF (43))) first obtaining estimates of the 298. 15 K parameter values from dst and emf data and then extending the fit to 298. 15 K thermal data and finally to emf, @Cp, and other measurements over the full temperature range. The use of different temperature functionalities for the parameters was explored.
Sulfate-bisulfate speciation is, of course, not known a priori and was calculated for every data point for each successive set of parameter estimates. This was done by determining the zero of the following function F, which describes the distribution of the total hydrogen ion concentration in solution between free H+ (x(H+)) and HS04-(x(HS04-)):
where r K~~0 4 * is the stoichiometric dissociation constant of the bisulfate ion, equivalent to xKHso$Hso4*/OrH*fso4*). Because the incremental change in parameter estimates during the fitting process may be very small, and the fact that heats of dilution and heat capacities are calculated as numerical differentials (eqs 24 and 251, it was necessary to determine speciation to full machine precision (typically 1 part in lo"?.
The relative weights (w,) assigned to measurements from different sources for each data type do not take into account the differing magnitudes of experimental error-about 1.5 
Results
model parameter P is given below: Table 5 . We note that the speciation (i.e,, the degree of dissociation of bisulfate) is not uniquely determined by activity data alone. 
9.5
Wp" At low temperatures there are relatively few measurements, and it proved possible to obtain fits with different trends of a with temperature at high molalities, but with similar overall sums of squared deviations. The result presented here was adopted on the basis of simplicity (little change with temperature), and test calculations using data for HNOfl2S04 and HCVH2S04 aqueous solutions.
Figures 2-7 show the residuals for each data set, excluding L(H20). While some cyclic deviations of the residuals are evident for most data types, they are not large considering the range of concentration of the fit. Comparisons of A&t (Figure 2 ) with the same quantity obtained in the 0-6 mol kg-l fit using the molality-based Pitzer model (6) show a very similar pattern of residuals, with an increase in the range of A& of <0.002 for the present study. Differences between the two models, in terms of &, over the 0-6 mol kg-l molality range are as follows: -0.006, f0.004 (273.15 K), -0.0018, +0.0023 (298.15 K), and -0.0028, +0.0004 (323.15 K). The quality of fit achieved for the emf measurements for cells I-IV is very similar for both studies. Degree of dissociation data are relatively poorly fitted at molalities greater than about 10 mol kg-l (Figures 6 and 15) . The same trend (toward lower than measured values) is found even when the maximum concentration of fit is reduced. Although the reason for this is unclear, it is unlikely to prove a problem since species activities, rather than concentrations, are of primary interest. In the case of differential heats of dilution, deviations are here greater by up to a factor of 2 in dilute solutions (0.5-0.6 mol kg-l) compared to the earlier study (6) . Comparisons of partial molal enthalpies of H2S04 (L(H2SO4), Table 7 ) with values derived from the molalitybased model (6) show agreement to within 353 J mol-l (1.7%) at 298.15 K, 2085 J mol-' (8.3%) a t 273.15 K, and 1851 J mol-' (3.7%) at 323.15 K. At the latter two temperatures the greatest deviations occur at the highest molalities; thus, for example, below 4 mol kg-l at 323.15 K the two models agree to within 1.2%.
The heat capacity data are fitted well at all temperatures except 240 K. However, these data were given a reduced weight, and a t this temperature it is likely that parameter values are primarily determined by the saturation data for HzS04.4H20, which are fitted well (Figure 7 ), and to a lesser extent by L(H20). Calculated solute and solvent activities vary as smooth functions of temperature to 180 K, well below the likely limit of supercooling of the aqueous solutions. Relative partial molar heat capacities of H2S04 at 298.15 K (J(H2SO4), Table 7 ) agree with values obtained by Clegg et al. (6) to within 2.4%, with a maximum deviation of 9 J mol-l K-l.
Since, with the molality-based model, it was not possible to include A& or @Cp data below 273.15 K because of the 6 mol kg-l upper limit of fit, at temperatures below 273.15 K it is likely that the present model is more reliable. Aqueous solutions of H2S04 can become saturated with respect to five different hydrates above 215 K and a t concentrations of less than 40 mol kg-'. For practical applications of the model to mixtures, where precipitation of these solid phases needs to be estimated, each saturated solution activity product must be known as a function of temperature. The activity product for a saturated solution in equilibrium with the pure solid phase HzS04.nH20 is given by (a(H+))2a(S042-)aln, and is equivalent to the equilibrium constant for the dissolution reaction:
Values of the activity products of the different hydrates have been calculated, using the model, for each of the measured freezing points of Gable et al. (44) and Kunzler and Giauque (45) and then fitted as simple functions of temperature. Equations and parameters for each hydrate are listed in Table 6 . Fitted molalities and temperatures of the saturated solutions are compared with the original data in Figure 8 , and agree well.
For convenient reference, Table 7 lists calculated values of activity and osmotic coefficients, thermal properties, and 15 K because the model is well constrained by measured heat capacities at this temperature. This is not the case a t higher temperatures, and below 273. 15 K a small uncertainty must also be introduced, related to the assumed heat capacity of pure water (section 4). Osmotic coefficients (&t) for a range of aqueous concentrations to very low temperature are also shown in Figure 9 . Saturation with respect to the different solid phases is also indicated.
Comparisons with Other Studies
Zeleznik (5) has correlated the thermodynamic properties of aqueous HzSO4 and its related solid phases, as functions of temperature, over the entire concentration range. His approach is quite different from ours in terms of both the equations used and the treatment of the solution phase (dissociation of HzSO4 and HS04-is not considered). However, it is based on much of the same data although, notably, Zeleznik excludes both isopiestic and direct vapor pressure measurements. Partial molar enthalpies of water, calculated from Zeleznik's equations (5), have been used to help constrain the present model a t low temperature (see section 5 and Table 13 ). In Figure 10 +13% at the maximum molality of fit. This is probably due to the fact that our model is constrained at 298. 15 K to isopiestic and vapor pressure data, including the evaluations of Giauque et al. (39), whereas this is not the case for Zeleznik's correlation.
Aqueous HzSO4 remains liquid to about 32 mol kg-l at 250 K, and is saturated with respect to ice or HzS04.nHz0 at all molalities at 200 K. Deviations between the models are larger a t these temperatures, reaching about +15% for the saturated solution (with respect to HzS04.HzO) at 250 K. Both enthalpies of dilution and heat capacities for T 2 253.15 K are fitted well by the present model, and at 250 K it is difficult to assess which of the two models is more nearly correct. Close to 200 K the present model is constrained mainly by freezing point data (for saturation with respect to ice and, for 221. 35 K I T I 244.74 K, Ha-S04~&H20), and differences from the results of Zeleznik (expressed as percentages) become large at high molalities. In terms of a1 directly, these differences amount to 5. Table 12 Figure 11 we compare water activities calculated using the present model with values derived from the fitting equations, coupled with the expression for the vapor pressure of pure supercooled water described in footnote b of Table 2 . The most notable features of Figure 11 Table 6 .
Comparison of the work of Zhang et al. than those measured. At present it is not possible to resolve this discrepancy, and further measurements of water vapor pressure at low temperature would be valuable.
Discussion
The mole-fraction-based activity coefficient model used here provides a self-consistent representation of activities and thermal properties of aqueous HzS04 from 0 to 40 mol kg-l, and from 328.15 to below 200 K, within a framework that allows a straightforward extension to solution mix- tures. This generality must be balanced against the fact that the model is relatively complex, and contains a large number of interaction parameters. A substantial data set is required for such a model when it is applied over large ranges of temperature and composition-and this is particularly important for aqueous H2S04 which is treated as the mixture H+-HS04--S042--Hz0, where the degree of dissociation of bisulfate cannot be specified a priori. As described in Appendix 2, section c, it was found necessary to constrain the model at very low temperatures using enthalpies calculated from Zeleznik's correlation (5) in addition to the experimental data (chiefly saturation with respect to solid phases in this region). Thus, although osmotic coefficients from freezing point measurements (to 201 K), and saturation with respect to HzS04-4Hz0 (to 220 (19 used to calculate @Cp, and the general paucity of data in this region. The effect of the extrapolation of A, below 273.15 K is not thought important, since at low temperature no solutions exist a t high enough dilution for osmotic or activity coefficients to approach the theoretical limiting slopes. The influence of the assumed value of CP(H20a$ on calculated osmotic and activity coefficients a t low temperature is difficult to quantify, but probably small, since the apparent molar heat capacity is related only to the second differential of these quantities with respect to temperature. Determination of 'KHSO~ for T < 273.15 K would require measurements of ArcPo at these temperatures, which are unlikely to be made for practical reasons. However, the measurement of the degree of dissociation of HS04-at moderate concentrations below 273.15 K, together with activity data, might allow values of 'KHSO~ to be inferred using the model. Also, further determinations of equilibrium water vapor pressures over aqueous H2S04, at very low temperature, would be of considerable value in verifymg the model for practical applications.
Note. The model for aqueous H2SO4 described here is available as a FORTRAN77 computer program, available from S.L.C. a t the University of East Anglia, or via e-mail: S.Clegg@UEA.AC.UK.
Appendix 1
The Debye-Huckel coefficient A, used here (at 1.0 atm pressure, and as a function of temperature) is equivalent to the molal coefficient obtained by Archer Integrating once with respect to temperature, we obtain where Ax,(T,) is the value of AHx at the reference temperature. Integrating again yields the corresponding expression for A,:
(a/8R)(T -T: / T -2Tr ln(T/Tr)) (A1. 6) where AdT,) is the value of A, a t T, and R is the gas constant (8.3144 J mol-' K-l). Equation A1.6 can also be expressed in the simplified form (eq 30 in the main text)
Values of the various constants in eq A1.6, and equivalent terms in eq A1.7, are given in Table 9 . Calculated DebyeHuckel parameters for different temperatures are listed in Table 10 .
Appendix 2
The aim of the present study is to provide a selfconsistent description of aqueous phase activities and thermal properties of H2SO4 from 328 K to very low temperature, and concentrations up to 40 mol kg-l, within a framework that allows ready extension to multicomponent mixtures. The data considered in the previous study of Clegg et al. (6), using the molality-based Pitzer model, are a subset of those used here.
Measurements cover the period 1899-1990, during which there have been several revisions to both atomic masses and temperature. Changes in atomic masses only affect molality in the fifth significant figure. For consistency we have generally used molar masses of H2O and H2SO4 given by the authors of the various studies; otherwise we have used the following values from the 64th edition of the CRC Handbook of Chemistry and Physics The different types of thermodynamic data used in this study, and their sources, are discussed briefly below. See Clegg et al. (6) for further details.
(a) Vapor Pressure and Isopiestic Measurements. Available osmotic coefficients and vapor pressures relevant to the present study are summarized in Table 11 . Rard and Platford (41) have critically assessed the osmotic coefficients of HzSO4 to 27 mol kg-l at 298.15 K. These authors raised serious objections to the use of freezing point depression data to obtain osmotic coefficients (see section 0, and circularity regarding the use of CaClz as an isopiestic standard in an earlier evaluation (2) . Because of this-osmotic coefficients of aqueous CaClz being largely determined from isopiestic equilibrium with HzS04 solutions-such data are not included here.
Isopiestic data for which aqueous NaCl was the standard have been adjusted to Archer's (49) values of hNa~l, as before (6) . For measurements relative to aqueous KC1 the best fit equation of Hamer and Wu (50) for &c1, used by Rard et al. (3) , was also adopted here. The osmotic coefficients of H2S04 for which aqueous NaOH was the standard are 15 K indicate solutions supersaturated with respect to ice. Thermal quantities are not tabulated for these solutions. Symbols and units: &t is the stoichiometric molal osmotic coefficient (eq 3); f+*' is the mean stoichiometric activity coefficient (mole fraction scale) of H2S04 (eq 23); L(Hz0) and L(H2S04) (J mol-l) are the partial molar enthalpies of water and H2S04 in the solution, and J(Hz0) and J(HzSO4) (J mol-l K-l) are the relative partial molar heat capacities. Degrees of dissociation a are given to five decimal places so that the free ion activity coefficients of Hf and Sod2-can be recovered from f+*' without loss of accuracy. kgu2. Calculated values of A,, using both this polynomial and the equation given in Appendix 1, are listed in Table 10 . Osmotic coeficient and vapor pressure data at high concentrations are sparse. Therefore, above 16 mol kg-l HzS04, 27 osmotic coefficients calculated from a T is temperature. Values in parentheses are extrapolations given by eq 29 (also eq A1.7); all others are drawn from the evaluation of Archer and Wang (1 7) and reproduced here using the polynomial defined in Table 8 . Table 11 . All data given nonzero weights are shown in Figure 12. (b) EMF Measurements. Sources of electromotive force data are listed in Table 12 for the following electrochemical cells:
(1) where E and E" are, respectively, the measured and standard emfs (V) of the cells, R (8.3144 J mol-I K-l) is the gas constant, and F (96484.6 C mol-') is Faraday's constant. In the above equations, concentrations and activity coefficients are expressed on a molality basis. N is the data set number, referred to in the figures. Osmotic coefficients relative to the NaCl isopiestic standard were calculated using eq 7 and eq 36 of Archer Representative data presented only in graphical form, and also as fitting equations. The measurements of Zhang et al. (33) were not included in the present treatment, but are compared with model predictions and also with the work of Zeleznik (5) (section 8).
Numbers in this column refer to tabulated 1oox:
X:
During the fitting of the model these quantities were calculated from their mole fraction equivalents, so that eqs A2.1-A2.4 could be used directly. As in the previous study N is the data set number, referred to in the figures. Also included in the fit are 168 partial molar enthalpies of water (L(H20)) from 2 to 40 mol kg-l and from 185. 15 to 245.15 K generated from equations given by Zeleznik (5). These were introduced in order to constrain the model at very low temperatures, and did not significantly affect the fit to the experimental enthalpy and heat capacity data (which were themselves included in Zeleznik's correlation). Range given for initial molality ml. The second number in parentheses gives the number of data points within the fitted concentration range 0-40.9 mol kg-'; the number in the no. rejected column refers only to those points within the fitted range. Molalities (ml) of the rejected data for each reference: 1.508, 1.040,0.726,0.506 (63) (65) . See also corrections given by Giauque et al. (39) . Differential heats of dilution were calculated as A&$I = @Lz -@L1= (AA)L1 (Table 3 of Kunzler and Giauque (63)). e Mol dm-3 concentrations converted to molality using densities compiled by Sohnel and Novotny (96). f The tabulated L1 are based upon HI" = 0 at 298. 15 K, and were adjusted by adding 820.86 cal mol-l. Experiments were carried out at 7-40 MPa, and are therefore not relevant to the present study.
by the general equation
where T (K) is the temperature, T, is the reference temperature of 298.15 K, and the coefficients ~1 -3 are listed in Table 12 .
With the exception of the low-concentration data for cell I1 mentioned above, all retained emf measurements have been given unit relative weight. See Clegg et al. (6) for plots of the data.
(c) Apparent Molar Enthalpies. Sources of enthalpy data (differential heats of dilution) are listed in Table 13 .
Experimental dilutions (ml -mz) are about 30% for the work of Kunzler and Giauque (63), 10% or less for the determinations of Wu and Young (64) and most of Groenier's work (65), and greater than 90% for the results of Lange et al. (66) and three experiments of Groenier. The most precise data are those of Wu and Young (64), who have also calculated +L from their o w n work and that of the other authors given above. Clegg et al. (6) have evaluated the 0-6 mol kg-l data at 298.15 K, and the exclusions and relative weights assigned in that study have been adopted here without alteration. Generally, points with a deviation of >40 J mol-l were rejected, and the relative weights (w,) given in Table 13 were derived as l/a2, compared to Wu and Young's (64) tabulated +Le
In this study we are also able to include heats of dilution measured by Kunzler and Giauque (63) at 253.15 K.
Comparisons with model calculations suggested that the precision was slightly less than Kunzler and Giauque were able to achieve at 298.15 K, but the measurements were assigned a unit relative weight as they constitute the only low-temperature data set.
Data given nonzero weights are plotted in Figure 13 as d@L/6mm, corrected for the difference between this quantity and the measured -A&fl/(ml1I2 -mzl"). This correction, In most instances this correction is too small to be shown. See Table 13 for the sources of the experimental measurements. The lines represent the fitted model. significant only for the results of Lange et al. (66) , is also shown as is the range of dilution (mili2 -m21i2). Note that the data were fitted directly as Adifi.
In order to constrain the model better at very low temperature, we have included in the fit partial molar enthalpies of water (L(H20), J mol-l) from the evaluation of Zeleznik (5) (see footnotes to Table  14 . For completeness we have included all the data of Giauque and co-workers even though some determinations are outside the concentration range of the present study. Abel (67) considers that, of measurements made prior to about 1945, only the data of Biron (68) and to a lesser extent Savarizky (tabulated by Socolik (69) ) are reliable. Biron's work has been used by Craig and Vinal (70) in their study of aqueous HzSO4 related to the lead storage battery, and that of Savarizky by Giauque et aZ. (39) to estimate temperature coefficients of partial molar properties. Here, as before (6), we have not used the work of Savarizky. Details of the calculation of apparent molar heat capacities from measured specific heats (2' > 273. 15 K) , and the adjustment of the data of Randall and Taylor (711, are given by Clegg et al. (6) . Because of the extended range of the present model application, it is possible to include heat capacities below 273.15 K. These have been measured by Kunzler and Giauque (63) at a fEed temperature of 253. 15 K, and for various concentrations as a function of temperature; see Table 14 . As stated previously, heat capacities of pure water below 273. 15 K were extrapolated from Hill's (29) ; 0.0347 (68) . e See also corrections given by Giauque et al. (39) Values of @Cpo for T < 283.15 K have been fitted by the model as unknowns. It is probably unwise to attach particular thermodynamic significance to these estimates, since they are necessarily dependent upon, first, the value of x K~~4 used (and its temperature dependence) which are uncertain at low temperature, second, the model extrapolation to infinite dilution, and third, the assumed value of Cp(H20(l)) below 273.15 K. All data given nonzero weights are plotted in Figure 14 .
(e) Degree of Dissociation of the Bisulfate Ion.
Studies of the degree of dissociation, a, are listed in Table   15 . We have found that even where the model is fitted simultaneously to activity, osmotic coefficient, and thermal data the speciation is not fully constrained-particularly its variation with temperature; thus, it is worthwhile to include measurements of a in the fit. Considering the (44) have also determined equilibrium with respect to HzSz07. See text for details of how these data were incorporated into the present model. The first two (lowest) molalities for the ice solid phase were not used. Many freezing point depression measurements (at low HzS04 concentrations) are also available. However, these. are considered to be in error (6) and are not listed here. See also Rard and Platford (41) . Three data points at high molality (5.361, 5 .953, and 6.0188 mol kg-') were given a reduced weight. e Only data from the temperature range for which two liquid compositions are simultaneously in equilibrium with the solid phase are used (see text). Homung et al. (98) at infinite dilution to about 20% at 0.4-0.5 mol kg-l, thereafter rising to a broad peak of -30% from 2 to 6 mol kg-l and then decreasing slowly.
Speciation determined from nuclear magnetic resonance on the basis of tests of consistency with other thermodynamic data (using the model), all measurements were assigned unit relative weight. All data given nonzero weights are plotted in Figure 15 . kg-l, the data were systematically in error. Rard (40) and Rard and Platford (41) came to a similar conclusion, suggesting that the precipitating solid phase could well be dilute HzS04 rather than pure ice. Clegg et aZ. therefore did not use freezing point depression data in their model. However, given our particular interest in low-temperature properties and the importance of the precipitation of solid phases in real systems, freezing point data for the precipation of ice (0.58-6.02 mol kg-l H z S 0 4 ) and of Hz-S04.4HzO (7.85-22.2 mol kg-1 HzS04) are included here; see Table 16 . The calculation of stoichiometric osmotic Table 15 for the sources of the experimental measurements.
coefficients at the freezing temperature (&), which are fitted directly by the model, has already been discussed in section 4, and the values used here are listed in the last column of Table 1 . The method of Zeleznik (5) (see his section 2.4) is used for the incorporation of freezing point data for the tetrahydrate. This relies on the fact that the temperature/composition relationship is such that, over a large temperature range, two concentrations of aqueous Hzso4 are in equilibrium with the solid phase at any given value of T. For each measured freezing temperature, a corresponding concentration on the opposite part of the curve is estimated by interpolation. An activity product a(H+)2a(S042-)a~4 is defined for the solid phase H2S044HzO (see also section 7). For the pairs of points, the difference between the two calculated activity products (which must be 0) is fitted.
The data for the ice solid phase were given characteristic weights (w,) one-eighth of those assigned to other osmotic coefficient data, to reflect the lower precision and the uncertainties involved in the calculation of &. For the solid phase HzSOc4Hz0, the data were weighted such that the contribution to the overall sum of squared deviations was about 2%. Both sets of measurements are shown in Figures 16 and 17 .
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